









This is the peer-reviewed version of the paper: 
 
 
Spasojević, M., Marković, D., Trišović, T., Spasojević, M., 2018. Mathematical model 
of the catalytic effect of chromium(VI) on hypochlorite disproportionation in chlorate 


















This work is licensed under the Attribution-NonCommercial-NoDerivatives 4.0 
International (CC BY-NC-ND 4.0) 
Mathematical Model of the Catalytic Effect of Chromium(VI) on
Hypochlorite Disproportionation in Chlorate Electrolysis
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The effect of chromium(VI) on the kinetics of disproportionation of hypochlorous acid and hypochlorite was established in the
solution for the electrolytic production of chlorate. The hexavalent chromium species Cr2O72−, HCrO4− and CrO42−present in
the solution catalyze the disproportionation reaction. In both the absence and presence of chromium(VI), disproportionation is a
third-order reaction with respect to HClO and ClO−, and a first-order reaction with respect to the hexavalent chromium species. In
the presence of chromium(VI) ions, four parallel reactions probably take place in the solution i.e. uncatalyzed disproportionation
and three parallel reactions catalyzed by Cr2O72−, HCrO4− and CrO42−ions. Most likely, the hexavalent chromium species do
not change the sequence of elementary reactions in the disproportionation mechanism but only speed up the rate-determining step
through interaction with its reactants. In the chlorate production process, as chromium(VI) concentration increases, the optimum
pH which ensures the maximum rate of disproportionation is shifted to an acid environment. This is due to an increase in the
concentration of the catalytically most active species HCrO4− with increasing acidity of the solution. A mathematical model of the
kinetics of the chromium(VI)-catalyzed disproportionation of hypochlorite and hypochlorous acid into chlorate was set up. Good
agreement was obtained between theoretical and experimental data.
On an industrial scale, sodium chlorate is produced by the electrol-
ysis of concentrated solutions of sodium chloride.1–3 In 2015, sodium
chlorate production totaled 3.6 million tons, whereof 3.2 million tons
were used to make chlorine dioxide for the environmentally friendly
elemental chlorine-free (ECF) bleaching of pulp.4 In the last 10–15
years, the annual demand for sodium chlorate has increased by about
30%.4 The increase in consumption will probably continue as the use
of tissue (kitchen rolls, bathroom tissue etc.) and packaging board in-
creases. In modern industrial plants, current efficiency in the sodium
chlorate process ranges from 94 to 96%, and is limited by oxygen
formation.2 Increasing the current efficiency by decreasing the oxy-
gen evolution reaction could yield large economic savings due to the
high annual production of sodium chlorate. A detailed description of
the process and chemistry of the electrolytic production of chlorate is
provided by H. Vogt et al.,5 J. E. Colman and B. V. Tilak6 and N. Ibl
and H. Vogt.7
During the electrolytic production of chlorate by the electrolysis
of concentrated solutions of sodium chloride, elemental chlorine is
evolved at the anode by the oxidation of chloride ions:
2 Cl− → Cl2 + 2e E = 1.359 V [1]
The chlorine evolved is quickly absorbed in the electrolyte and
hydrolyzed to hypochlorous acid:
Cl2 + H2O → HClO + H+ + Cl− pKh = 2.98 [2]
The hydrolysis reaction is fast and, therefore, at pH values of the
solution above 5.8, almost all the dissolved chlorine hydrolyzes near
the anode.1–14 The cell gas contains less than 0.2% chlorine. In the
solution, an equilibrium of the hypochlorous acid dissociation reaction
is established:
HClO ⇀↽ H+ +ClO− K3 = 2 ·10−7mol dm−3 (t = 70◦C) [3]
In the bulk of the solution, hypochlorous acid and hypochlorite
disproportionate into chlorate:1–15
2 HClO + ClO− → ClO3− + 2 Cl− + 2H+ [4]
Reaction 4 is a homogenous reaction, which under industrial con-
ditions occurs at a maximum rate in the pH range of 6.1 to 6.5 at tem-
peratures between 70 and 90◦C.1–14 This reaction intensifies chlorine
evolution at a low pH and oxygen formation at a high pH. A chlo-
rate production plant typically features a large volume tank through
which the reaction solution flows to allow Reaction 4 to reach high
conversion.14–16 The temperature of the solution is set to a relatively
high value in order to increase the rate of the chemical conversion of
hypochlorous acid and hypochlorite into chlorate, and electrode reac-
tions (to decrease cell voltage).9,14–17 However, increasing temperature
leads to an increase in the rate of undesirable oxygen evolution re-
action. Therefore, the optimum temperature which ensures maximum
current efficiency must be determined.
Research has been conducted on the effect of solution pH, solution
temperature, and sodium chloride and sodium chlorate concentrations
on the kinetics and mechanism of disproportionation of hypochlorous
acid and hypochlorite.18–23 It has been shown that disproportionation
(Reaction 4) is a third-order reaction of the form −dc(HCl O+Cl O
−)
dt =
k1 · C2(HClO) · C(ClO−).22,23 J. Wanngård and M. Wildlock23 reported
the rate constant k1 of 7.19 mol−2 dm−6 s−1 in the solution containing
526 g dm−3 NaClO3 and 113 g dm−3NaCl at t = 70◦C.
In the bulk solution, a minor fraction of hypochlorous acid and
hypochlorite is decomposed into oxygen and chloride ions:
2 HOCl → O2 + 2H+ + 2 Cl− [5]
2OCl− → O2 + 2 Cl− [6]
The kinetics and mechanism of this side reaction have also been
examined.22,24–28 S. Sandin et al.22 determined that uncatalyzed oxy-
gen formation is a third-order reaction with respect to hypochlorous
acid and hypochlorite, which is dependent on the pH of the solution,
similarly to the chlorate formation Reaction 4. The rate constant for
uncatalyzed oxygen formation by hypochlorite decomposition was
found to be 0.046 mol−2 dm−6 s−1, compared with that for chlorate
formation of about 0.73 mol−2 dm−6 s−1. S. Sandin et al.22 suggested
that oxygen is formed via the same intermediate complex [H2Cl2O2 or
HCl2O2−] as chlorate. Also, no effect of ionic strength on the rate of
Reactions 5 and 6 was determined.22 Based on the fact that the rate con-
stant of chlorate formation by the disproportionation of hypochlorous
acid and hypochlorite in concentrated chlorate and chloride solutions
is over 7. 1 mol−2 dm−6 s−1 at 70◦C, J. Wanngård and M. Wildlock23
concluded that less than 1% of the hypochlorite reacts to oxygen in the
bulk solution, and that homogeneous oxygen formation is neglected
in the kinetic evolution.
As stated by a number of authors,7,10–13,16,17,29–31 most of the loss in
current efficiency during chlorate production is caused by the anodic
oxidation of hypochlorous23 acid and hypochlorite:23,31
6 ClO− + 3H2O → 1.5O2 + 2ClO3− + 4Cl− + 6H+ + 6e
E = 0.69 V [7]
6 HClO + 3H2O → 1.5O2 + 2ClO3− + 4Cl− + 12H+ + 6e
E = 1.14 V [8]
S. Kotowski and B. Busse32 studied a chlor-alkali membrane cell
system, and found that only 20 to 60% of oxygen is evolved by
Reactions 7 and 8 whereas the rest is produced by the oxidation of
water and the following reaction:23
HClO + H2O → O2 + Cl− + 3H+ + 2e E = 0.97 V [9]
Similar assumptions were made by J. E. Colman and B. V. Tilak,6
K. L. Hardee and L. K. Mitchell,33 Byrne et al.34 and R.K.B. Karlsson
and A. Cornell.35
The anodic current losses may also be induced by the anodic
oxidation of water and OH− ions:
2H2O → O2 + 4H+ + 4e E = 1.23 V [10]
2OH− → 1
2
O2 + H2O + 2e EO = 0.40 V [11]
The losses induced by Reactions 10 and 11 become substantial at
low chloride concentrations and at low anode potentials.8,10,12,13,31,35–38
The composition of the active coating makes a significant contribution
to these losses.8,37 Under industrial chlorate production conditions,
during the electrolysis of NaCl solution at concentrations above 100 g
dm−3, when highly selective DSA anodes are used, the current losses
resulting from Reactions 10 and 11 are negligible.10,33,35–37
Hydrogen evolution is the primary reaction at the cathode:
2H+ + 2e → H2 E = 0.00V [12]
2H2O + 2e → H2 + 2OH− E = −0.828 [13]
Reaction 12 is dominant at low current densities (j < 0.1 kAm−2),
whereas under chlorate production conditions (1.5 kAm−2< j < 4.5
kAm−2) hydrogen is mostly evolved from water (Reaction 13). The
intensity of Reaction 12 is dependent on factors such as mass transport
and buffer capacity of the electrolyte.38,39
Apart from Reactions 12 and 13, the reduction of hypochlorite and
chlorates may also occur at the cathode:23
ClO− + H2O + 2e → Cl− + 2OH− E = 0.89 V [14]
ClO3
− + 3H2O + 6e → Cl− + 6OH− E = 0.63 V [15]
In the absence of chromium(VI) in the solution, these two reac-
tions are the main reason for the current efficiency loss at the cathode.
Reaction 14 is controlled by mass transport.31–40 Reaction 15 is ki-
netically controlled, and its rate depends on the catalytic properties
of the cathode material.41 The addition of 2 to 5 g dm−3 Na2Cr2O7
to the solution leads to the formation of a protective film on steel or
titanium cathodes, which prevents Reactions 14 and 15.1–7,15–17,41–48
This film also prevents the cathodic reduction of dissolved oxygen42,49
and nitrate and nitrite ions.50
During the electrolysis, chromium(VI) is reduced to Cr(III) at the
cathode to form a chromium(III) hydroxide film. The film is thin,
thinner than 10 nm, and contains a high amount of water.43
In the chlorate cell, low-carbon steel is the most common cathode
material. Although the electrode is cathodically protected during the
operation, its corrosion cannot be overlooked during operational stops.
The chromium(III) hydroxide film protects the steel from corrosion
by acting as a barrier to oxidants such as oxygen and hypochlorite.51,52
The addition of chromium (VI) to the solution also affects the
anode process.53–55 Chromium(VI) species can adsorb onto the active
sites of DSA anodes, thus increasing the anodic potential and thereby
promoting the oxygen evolution reaction and increasing the rate of
corrosion of the active coating.53–55
Through a buffering effect, chromium(VI) reduces the acidity near
the anodic surface. Reactions where oxygen is formed from hypochlo-
rite ions depend on pH, which determines the ratio of the reactants
HClO/ClO−.56
The species resulting from the dissolution of Na2Cr2O7 in the so-
lution can catalyze the disproportionation reaction (Reaction 4) and
thus decrease the steady-state concentration of hypochlorous acid and
hypochlorite.23,57 As the anodic oxygen formation (Reactions 7 and
8) is proportional to the concentration of hypochlorite, an indirect
effect of chromate addition is that it lowers the oxygen production
through this mechanism.23 J. Wanngård and M. Wildlock23 showed
that the rate of disporportionation can be described as an uncatalyzed
third-order reaction with respect to hypochlorite species and a parallel
chromate-catalyzed reaction of apparent reaction order 2.2. The ki-
netic effect of the chromate species also lowers the optimum reaction
pH below that of the uncatalyzed reaction. These authors also showed
that hypochlorite consuming reactions such as anodic and homoge-
neous oxygen formation as well as cathodic reduction and desorption
of chlorine species in the cell gas have no significant effect on the
steady-state concentration of hypochlorite in the chlorate cell.23
Salts and oxides of some metals Mn(II), F(III), Co(II), Ni(II),
Cu(II) catalyze the decomposition of hypochlorous acid and hypochlo-
rite (Reactions 5 and 6).58–60 S. Sandin et al.22 determined that the ad-
dition of 10 μmol dm−3 FeCl3, Fe3O4, CeCl3, Na2Cr2O7, Na2MoO4,
RuCl3 and RuO2, 100 ppm of AgCl and 9 ppm of Al2O3 to dilute
NaOCl solutions did not catalyze the decomposition of hypochlorite
to oxygen or chlorate. However, the addition of 10 μmol dm−3 of
CoCl3 or IrCl3 catalyzes Reactions 5 and 6. Under industrial chlo-
rate production conditions, the content of heavy metal salts in the
electrolyte is low and, hence, their effect on the rate of hypochlorite
decomposition is negligible.1–7
The addition of chromium(VI) to the solution for the electrolytic
production of chlorate ensures a buffering effect. The HCrO4−/CrO42−
system has its maximal buffer capacity in the pH region 6.0–6.5, which
coincides very well with the optimal pH of the chlorate formation
Reaction 4. In the chromium(VI) solution, the following equilibria
are established:61–63
Cr2O7
2− + H2O ↔ 2HCrO4− K1 = 10−2mol dm−3 [16]
HCrO4
− ↔ CrO42− + H+ K2 = 5.01 · 10−6mol dm−3 [17]
During the electrolysis of the solution without chromium(VI) in the
chlorate cell, in the vicinity of the anode, due to chlorine hydrolysis
(Reaction 2), the solution pH can be lower than 1.0.39 In such an
acidic environment, the reduction of chlorate by chloride can result in
chlorine dioxide.6,64 In the presence of chromium(VI), owing to the
buffering effect, chlorine dioxide is not formed.39
Previous considerations have shown that the effect of
chromium(VI) addition on the kinetics and mechanism of homoge-
neous and electrode reactions taking place in the chlorate process has
not been elucidated yet. Therefore, the objective of this study was to
examine the catalytic effect of chromium(VI) addition on the kinet-
ics and mechanism of disproportionation of hypochlorous acid and
hypochlorite into chlorate.
Experimental
The rate of disproportionation of hypochlorous acid and hypochlo-
rite was determined in the solutions: 110 g dm−3NaCl; 540 g dm−3
NaClO3 and C(Na2Cr2O7) = a) · · 0.00 mol dm−3; b) · · 0.00375
mol dm−3 (1.0 g dm−3); c) · · 0.011357 mol dm−3(3.0 g dm−3); d)
· · 0.01895 mol dm−3(5.0 g dm−3) and e) · · 0.02650 mol dm−3(7.0 g
Figure 1. Chlorate apparatus: c · · electrochemical cell; GS · · gas/liquid
separator; GH · · gas analyzer; HL · · holding tank; T · · thermostat; P · ·
pump; V · · flow check valve; M · · flow meter; R · · rectifier; A · · ammeter,
Sc and Sh · · sampling valves, and AT · · automatic titrator of NaOH or HCl
solution.
dm−3). Temporal changes in the concentration of hypochlorous acid
and hypochlorite, C(HClO+ClO−), were monitored.
A 3.0 dm3 glass container holding the solutions was placed in the
thermostat. The temperature of the solutions was 70 ± 0.5◦C, and
pH values were: a) · · 6.0 ± 0.02; b) · · 6.4 ± 0.002 and c) · · 7.0
± 0.02. The desired pH values were maintained by the addition of
dissolved NaOH or HCl using an automatic titrator, and by intensive
mixing using a magnetic stirrer. Solution pH was measured by a WTW
pH-340pH meter.
The tested solutions of the desired concentration of hypochlorous
acid and hypochlorite, C(HClO+ClO−), were obtained in the appa-
ratus composed of an electrochemical cell, a gas/liquid separator, a
holding tank, a thermostat, a pump, a flow check valve, and an auto-
matic titrator of NaOH or HCl solution (Fig. 1).
The cell case, gas separator and the holding tank were made of
Plexiglas and connected by polypropylene tubing. The holding tank
contained 12.0 dm3 of the solution. The total volume of the solution
in the apparatus was 13.5 dm3. The anode used was a DSA plate with
a surface area of 84.1 cm2 and an active coating containing 40 mol%
RuO2 and 60 mol% TiO2. At a distance of 0.3 cm, a titanium cathode
plate was placed parallel to the anode. For experimental purposes, in
the absence of Na2Cr2O7, a titanium cathode covered with a highly
selective Cr-MoO2 coating, where no reduction of HClO and ClO−
occurred, was used.65 Both electrodes were 0.3 cm in thickness. The
temperature of the solutions in the apparatus was 70 ± 0.5◦C. The
desired pH of the solutions was adjusted by the addition of NaOH
or HCl using an automatic titrator. The compositions of the solu-
tions before the electrolysis in the apparatus were as follows: 110 g
dm−3NaCl; 540 g dm−3NaClO3 and C(Na2Cr2O7) = a) · · 0.00 mol
dm−3; b) · · 0.00378 mol dm−3; c) · · 0.011357 mol dm−3; d) · ·
0.01895 mol dm−3 and e) · · 0.02650 mol dm−3. The solutions were
prepared from reagent-grade chemicals and triple-distilled water. The
required concentrations of hypochlorous acid and hypochlorite were
obtained by electrolysis at a current density of j = 3 kAm−2. The
solution was taken from the apparatus (Fig. 1.) at a sampling point
located in front of the cell, and transferred through the tube into a
separate glass container. Samples for the analysis of the temporal de-
pendence of hypochlorite and hypochlorous acid concentrations (Fig.
2.) were sampled from the separate glass container, whereas samples
for the analysis of the pH dependence of steady-state concentrations
of hypochlorous acid and hypochlorite for different concentrations
of chromium(VI) were taken at the point in front of the cell appara-
tus (Fig. 1). Gas composition during hypochlorite decomposition was
not analyzed. At the initial time interval, there was a relatively rapid
decrease in the concentration of (HClO + ClO−) due to dispropor-
tionation, and a negligible rate of decomposition of hypochlorous acid
and hypochlorite into oxygen and chloride (Reaction 5). Therefore, in
this case, it was extremely difficult to establish a precise dependence
of O2 content on C(HClO + ClO−).
The sum of hypochlorous acid and hypochlorite concentrations,
C(HClO+ClO−), was determined by potentiometric titration with
As2O3 solution, and that of chlorate concentration by titration with
KBrO3 solution.7 The concentration of NaClO3 was potentiometri-
cally measured immediately after a steady state was established, and
then after about 15% NaCl was converted. The current efficiency for
chlorate formation was mostly determined based on the composition
of the output gas mixture.7,29 The composition of the mixture was
determined by gas chromatography. Measurements were made after
reaching a steady state. Three measurements were made at an inter-
val of 90 minutes, and the mean was determined thereafter. In cases
involving potentiometric measurements of the increment of NaClO3
concentration during a given time interval, gas analysis was performed
six times. The data on the current efficiency for chlorate generation
determined using the composition of the output gas mixture were in
good agreement with the results obtained by measuring the increment
of chlorate concentration (±0.6%).
Results and Discussion
Studies22,23 have shown that, in the absence of Na2Cr2O7, dispro-
portionation (Reaction 4) is a third-order reaction of the form:
− dC
(
HCl O + Cl O−)
dt





The value of the constant k1 was found to increase exponentially
with increasing temperature of the solution and increasing concentra-
tions of NaCl and NaClO3.18–23 Table I. provides k1 values obtained
by J. Wanngård and M. Wildlock.23
In the presence of chromium(VI), the same authors23 showed that
the rate of chlorate formation can be described as an uncatalyzed
third-order reaction with respect to hypochlorite species and a parallel
chromate-catalyzed reaction with the partial orders 1.0; 1.7 and 0.5
with respect to CrO42−, HClO and HClO+ClO−, respectively.
In the present experiment, the composition of the solution used
in evaluating the effect of chromium(VI) on the kinetics of dispro-
portionation of hypochlorous acid and hypochlorite was similar to
the composition of the solution used in the electrolytic chlorate pro-
cess. The composition of the starting solution was: 110 g dm−3NaCl;
540 g dm−3 NaClO3 and C(Na2Cr2O7) = a) · · 0.00 mol dm−3; b)
· · 0.00378 mol dm−3; c) · · 0.011357 mol dm−3; d) · · 0.01895 mol
dm−3 and e) · · 0.02650 mol dm−3.
The dependences of C(HClO+ClO−) on time, t, solution pH and
Na2Cr2O7 concentration, C(Na2Cr2O7), were recorded (Fig. 2). The
diagrams in Fig. 2 show that the increase in chromium(VI) concentra-
tion, C(Na2Cr2O7), results in an increase in the rate of disproportion-
ation. Using the diagrams presented in Fig. 2, for C(HClO+ClO−)
0.015 mol dm−3, 0.02 mol dm−3, 0.025 mol dm−3 and 0.03 mol





and C3(HClO+ClO−) were determined for the diagrams plotted in
Fig. 3 - Fig. 6. The rates of disproportionation, - dC(HCl O+Cl O
−)
dt ,
were determined by the slopes of the tangent lines - C(HCl O+Cl O
−)
t
to the curves in Figs. 2a, 2b and 2c. Figure 3 presents the rate of
disproportionation of hypochlorus acid and hypochlorite as a function
of solution pH, hypochlorous acid and hypochlorite concentration,
C(HClO+ClO−), and chromium(VI) concentration, C(Na2Cr2O7).
Figure 4 presents the rate of disproportionation - dC(HCl O+Cl O
−)
dt as
a function of the third power of hypochlorous acid and hypochlorite
concentration, C3(HClO+ClO−), at constant pH values.
The diagrams in Fig. 4 show that the rate of disproportionation
in both the absence and presence of chromium(VI), at a constant
pH, increases linearly with the third power of the concentration of
hypochlorus acid and hypochlorite.
Figure 2. The concentration of hypochlorous acid and hypochlorite, C(HClO+ClO−), as a function of time and chromium(VI) concentration, C(Na2Cr2O7): ◦ · ·
0.00 mol dm−3 Na2Cr2O7; ● · · 0.00378 mol dm−3Na2Cr2O7;  · · 0.011357 mol dm−3Na2Cr2O7;  · · 0.01895 mol dm−3Na2Cr2O7; and  · · 0.02650
mol dm−3 Na2Cr2O7 at a) pH = 6.0; b) pH = 6.4 and c) pH = 7.0. (C(NaCl) = 110 g dm−3; C(NaClO3) = 540 g dm−3, t = 70◦C).
Fig. 5 illustrates the dependence of the rate of disproportionation
on the concentration of chromium(VI) at a constant pH and at the third
power of the concentration of hypochlorous acid and hypochlorite.
Using the diagrams in Figs. 3 and 4, it is assumed that dispro-
portionation in both the presence and absence of chromium(VI) is a
third-order reaction with respect to hypochlorous acid and hypochlo-
rite, and that the reaction rate constant is dependent on solution pH
and chromium(VI) concentration. Based on this assumption, a unique
kinetic expression can be written for the rate of uncatalyzed and cat-
alyzed disproportionation reactions:
−dC (HCl O + Cl O−)
dt





where k5 = f (pH, C(Na2Cr2O7)).
Given the experimental determination of both pH and the total
concentration of hypochlorous acid and hypochlorite, Expression 19
is transformed into an expression which gives the dependence of the
disproportionation rate on C(H+) and C(HClO+ClO−). Combining
Table I. Values of the constant k1 depending on solution temperature and composition.23
k1 mol−2 dm−6 s−1 Solution composition (g dm−3) Temperature (◦C)
6.58 ≤ k1 ≤ 8.14 528 ≤ NaClO3 ≤ 623 70
54 ≤ NaCl ≤ 111
11.42 ≤ k1 ≤ 13.58 223 ≤ NaClO3 ≤ 604 80
54 ≤ NaCl ≤ 111
Figure 3. The rate of disproportionation of hypochlorus acid and hypochlorite, - dC(HCl O+Cl O
−)
dt , as a function of the concentration of hypochlorous acid and
hypochlorite, C(HClO+ClO−), for different concentrations of chromium(VI), C(Na2Cr2O7); ◦ · · 0.00 mol dm−3 Na2Cr2O7; ● · · 0.00378 mol dm−3 Na2Cr2O7;
 · · 0.011357 mol dm−3Na2Cr2O7;  · · 0.01895 mol dm−3 Na2Cr2O7; and  · · 0.02650 mol dm−3 Na2Cr2O7, at different solution pH values a) · · pH =
6.0; b) · · pH = 6.4 and c) · · pH = 7.0. (C(NaCl) = 110 g dm−3; C(NaClO3) = 540 g dm−3, t = 70◦C).
Equation 19, the equilibrium constant expression for Reaction 3 and
the mole balance expression for hypochlorous acid and hypochlorite
results in the rate disproportination equation:







[K3 + C (H+)]3
· C3 (HClO + ClO−)
[20]
At pH = const and C(Na2Cr2O7) = const, the integral form of
Equation 20 is:
1
2C2 (HCl O + Cl O−) −
1






[K3 + C (H+)]3
t [21]
where: t – time and Co(HClO + ClO−) – concentration for t = 0.
Figure 6 presents 1
2C2(HCl O+Cl O−) as a function of time,
t, for different chromium(VI) concentrations and solution pH
values.
The obtained linear dependences of 1
2C2(HCl O+Cl O−) on t (Fig.
6) indicate that, at pH = const and C(Na2Cr2O7) = const, in
both the absence and presence of chromium (VI), disproportiona-
tion is a third-order reaction with respect to hypochlorous acid and
hypochlorite.
Based on the slope,
 1
2C2(HCl O+Cl O−)
t , of the lines obtained for differ-
ent chromium(VI) concentrations and solution pH values, the values




were determined, and then the expres-
sion was used to calculate the rate constants k5 (Table II).
The values in Table II show that the value of the rate con-
stant, k5, of the disproportionation reaction increases with increasing
chromium(VI) concentration and solution acidity. The pH dependence
Figure 4. The rate of disproportionation, - dC(HCl O+Cl O
−)
dt , as a function of the third power of hypochlorous acid and hypochlorite concentration, C
3(HClO+ClO−),
for different concentrations of chromium(VI): ◦ · · 0.00 mol dm−3 Na2Cr2O7; ● · · 0.00378 mol dm−3 Na2Cr2O7;  · · 0.011357 mol dm−3Na2Cr2O7;  · ·
0.01895 mol dm−3 Na2Cr2O7; and  · · 0.02650 mol dm−3 Na2Cr2O7 at: a) · · pH = 6.0; b) · · pH = 6.4 and c) · · pH = 7.0. (C(NaCl) = 110 g dm−3;
C(NaClO3) = 540 g dm−3, t = 70◦C).
of k5 in the presence of chromium(VI) and no pH dependence in its
absence, and the pH dependence of the distribution of concentrations
of chromium(VI) species (CrO42−, Cr2O72− and HCrO4−) indicate
that different chromium(VI) species exhibit different catalytic effects
on the disproportionation reaction. Based on this conclusion, it can be
assumed that the kinetic expression of the disproportionation reaction
in the presence of chromium(VI) in the solution takes the following
form:
−dC (HCl O + Cl O−)
dt




+k2C2 (HClO) · C
(
ClO−
) · C (Cr2O72−)
Table II. Experimental (E) and calculated (C) values of the rate constant k5 for different concentrations of chromium(VI) and pH values of the
solution (C(NaCl) = 110 g dm−3; C(NaClO3) = 540 g dm−3, t = 70◦C).
pH
5.8 6.0 6.0 6.2 6.4 6.4 6.6 6.8 7.0 7.0 7.2
C (Na2Cr2O7) mol dm−3 k5 mol−2dm−6s−1 C E C C E C C C E C C
0.000000 7.1 7.1 7.1
0.003780 13.60 12.4 12.43 11.48 10.8 10.76 10.27 9.94 9.7 9.72 9.58
0.011357 24.55 22.1 22.12 19.83 17.9 17.95 16.56 15.60 15.0 14.96 14.54
0.018950 33.85 30.9 30.86 27.74 25.0 24.96 22.79 21.24 20.2 20.20 19.51
0.026500 42.04 38.8 38.83 35.20 31.7 31.75 28.91 26.83 25.4 25.39 24.44
Figure 5. The rate of disproportionation, - dC(HCl O+Cl O
−)
dt , as a function of chromium(VI) concentrationf or different values of the third power of the hypochlorous
acid and hypochlorite concentration, C3(HClO+ClO−): ◦ · · 8.0 · 10−6 mol3dm−9; ● · · 27.0 · 10−6 mol3 dm−9 and  · · 64.0 · 10−6 mol3dm−9 at: a) · · pH =
6.0; b) · · pH = 6.4 and c) · · pH = 7.0. (C(NaCl) = 110 g dm−3; C(NaClO3) = 540 g dm−3, t = 70◦C).
+k3C2 (HClO) · C
(
ClO−
) · C (CrO42−)
+ k4C2 (HClO) · C
(
ClO−
) · C (HCrO4−) [22]
Rearranging Equation 22 results in:
−dC (HCl O + Cl O−)
dt




−)] · C2 (HClO) · C (ClO−) [23]
From Equations 19 and 23, it follows that:
k5 = k1 +k2 ·C
(
Cr2O7
2−)+k3C (CrO42−)+k4C (HCrO4−) [24]
The catalytic effect of some chromium(VI) species (Cr2O72−,
CrO42− and HCrO4−) can be expressed by the values of the con-
stants k2, k3 and k4. These values can be determined by using k5 data
(Table II) and concentrations of Cr2O72−, CrO42− and HCrO4−.
The concentrations of Cr2O72− species are calculated using the
equations obtained by combining the equilibrium constant expression












+ 2C (Na2Cr2 O7)
}
·C (Cr2 O2−7 ) + C2 (Na2Cr2 O7) = 0 [25]
Solving the quadratic Equation 25 gives the expression for the
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+ 2C(Na2Cr2 O7) [27]
 
Figure 6. 1
2C2(HCl O+Cl O−) as a function of time for chromium(VI) concentrations,C(Na2Cr2O7): ◦ · · 0.00 mol dm−3; ● · · 0.00378 mol dm−3;  · · 0.011357
mol dm−3;  · · 0.01895 mol dm−3; and  · · 0.02650 mol dm−3 at: a) · · pH = 6.0; b) · · pH = 6.4 and c) · · pH = 7.0. (C(NaCl) = 110 g dm−3; C(NaClO3)
= 540 g dm−3, t = 70◦C). The lower right corner contains inserts for the data, 1
2C2(HCl O+Cl O−) , at short times.
Combining the equilibrium constant expressions for Reaction 16





















Equations 26, 27, 28 and 29 were used to calculate the con-
centrations of Cr2O72−, CrO42− and HCrO4− ions for different
chromium(VI) concentrations and solution pH values. For the equi-
librium constants, K1 and K2, the values reported in Ref. 61–63 were
used, and it was assumed that they did not significantly differ from
the values for the solution tested in this experiment. The results are
presented in Figure 7.
As shown in Figure 7, the concentration of CrO42−ions increases
and concentrations of Cr2O72− and HCrO4− ions decrease with in-
creasing pH of the solution.
Based on the values in Table II for k1 and k5 and the calculated
concentrations of Cr2O72−, CrO42− and HCrO4− ions, four sets of
three Equations 24 were formed. Solving each set of equations pro-
vided values for k2, k3 and k4. Then, their means were calculated i.e.
k2 = 71.0 mol−2dm−6s−1; k3 = 295.0 mol−2dm−6s−1 and k4 = 2922.5
mol−2dm−6s−1. The values show that the strongest catalytic effect on
the disproportionation reaction was exhibited by HCrO4− ions, and
the weakest by Cr2O72− ions.
Equation 24, the obtained k2, k3 and k4 values, and the calculated
concentrations of Cr2O72−, CrO42− and HCrO4− were used to deter-
mine the value of the rate constant k5. The results are listed in Table
II.
The rate constant k5 as a function of C(Na2Cr2O7) and solution
pH is plotted in Figures 8 and 9.
The results presented in Table II and the diagrams in Figures 8
and 9 show that the rate constant for the disporoportionation reaction
increases as the concentration of chromium(VI) species and solution
acidity increase. The pH of the solution has an indirect effect on k5
as the concentration of the catalytically most active species HCrO4−
increases with increasing acidity of the solution.
Figure 7. Dependence of C(Cr2O72−), C(HCrO4−) and C(CrO42−) on solution pH and chromium(VI) concentration, C(Na2Cr2O7): a) · · 0.00378 mol dm−3
Na2Cr2O7; b) · · 0.011357 mol dm−3Na2Cr2O7;c) · · 0.01895 mol dm−3 Na2Cr2O7; and d) · · 0.02650 mol dm−3(C(NaCl)) = 110 g dm−3; C(NaClO3) = 540
g dm−3, t = 70◦C).
Figure 8. Rate constant k5 as a function of chromium(VI) concentration and
solution pH: ◦ · · pH = 6.0; • · · pH = 6.4 and  · · pH = 7.0 (C(NaCl) =
110 g dm−3; C(NaClO3) = 540 g dm−3, t = 70◦C).
Figure 9. Rate constant k5 as a function of solution pH and chromium(VI)
concentrations: C(Na2Cr2O7):  · · 0.00 mol dm−3 Na2Cr2O7; ◦ · · 0.00378
mol dm−3Na2Cr2O7; • · · 0.011357 mol dm−3Na2Cr2O7; · · 0.01895 mol
dm−3Na2Cr2O7; · · 0.02650 mol dm−3 Na2Cr2O7(C(NaCl) = 110 g dm−3;
C(NaClO3) = 540 g dm−3, t = 70◦C).
 
Under steady-state chlorate production conditions, at a constant
pH, steady-state concentrations of hypochlorous acid and hypochlorite
are established, thus equalizing the production and consumption of
hypochlorous acid and hypochlorite.
The production of hypochlorous acid and hypochlorite equals I f2F
where: I – current strength (A); f – the fraction of the anodic cur-
rent efficiency for the oxidation of chloride ions (Reaction 1), and
F – the Faraday constant (F = 96480 A s). Hypochlorous acid and
hypochlorite are consumed during several reactions, mostly through
disproportionation (Reaction 4).1–15
The opinion of a number of authors7,10–13,16,17,29–31 is that substan-
tial losses in current efficiency during the electrolytic chlorate process
occur only due to the anodic oxidation of hypochlorous acid and
hypochlorite (Reactions 7 and 8).
The current efficiencies measured using increments in chlorate
concentration in the apparatus (Fig. 1) agreed to an accuracy of ±0.6%
with those determined based on the composition of the output gas mix-
ture, using the expression based on Reactions 7 and 8. These results in-
dicated that the current losses induced by Reaction 9 and by the anodic
oxidation of water and OH− ions (Reactions 10 and 11, respectively)
are negligible. Similar conclusions were drawn elsewhere.10,33,35–37
Adding chromium(VI) to the electrolyte completely suppresses the
reduction of hypochlorous acid, hypochlorite and chlorate (Reactions
14 and 15, respectively) at the steel and titanium cathodes.1–7,15–17,41–47
Therefore, these hypochlorite losses can be completely neglected.
The consumption of hypochlorous acid and hypochlorite by ho-
mogeneous chemical reactions (Reactions 5 and 6, respectively) is
also negligible,23 as confirmed by the dependence between the cur-
rent efficiency determined by measuring the increment of chlorate
concentration and the current efficiency determined using the content
of oxygen in the output gas mixture. Losses in hypochlorous acid and
hypochlorite due to homogenous chemical Reactions 5 and 6 can be
significant only if the electrolyte contains significant amounts of ions
of some heavy metals.58–60 J. Wanngård and M. Wildlock23 showed
that, during the chlorate process, at 6.0 ≤ pH ≤ 7.2, the current losses
caused by the desorption of chlorine and hypochlorous acid are neg-
ligible.
Given the above considerations, the following mole balance can









[K3 + C (H+)]3
· C3 (HClO + ClO−) + I (1 − f )
F
[30]
where: I (1− f )F the amount of hypochlorite lost due to anodic oxidation
(Reactions 7 and 8) (mol); V · · total volume of the solution (dm3).
Rearranging Equation 30 gives:









[K3 + C (H+)]3
· C3 (HClO + ClO−)
[31]
As (3f-2) is the fraction of current consumed for chlorate produc-
tion, ŋ= 3f-2 is the anodic current efficiency for chlorate production.40
Based on Equation 31, k5values (Table II) and ŋ values (Table
III), steady-state concentrations of hypochlorous acid and hypochlo-
rite, C(HClO + ClO−), were determined for different pH values and
chromium(VI) concentrations. For calculation purposes, the value of
2 · 10−7mol dm−3 was used for the hypochlorite equilibrium constant,
K3.66 Assuming that O2 was generated only by the anodic oxidation
of HClO + ClO−, ŋ values were determined using the expression
η = 100−2×%Cl2−3×%O2100−%Cl2−%O2 .66 The results obtained are presented in Table
IV and Figure 10. For the sake of comparison, the experimental values
of C(HClO+ClO−) are also presented.
As presented in Figure 10, the calculated values (Equation 31)
practically coincide with the experimental results. This confirms the
validity of the proposed mechanism of the catalytic disproportiona-
tion of hypochlorous acid and hypochlorite by chromium(VI) i.e. that
the different chromium(VI) species (Cr2O72−, CrO42−and HCrO4−),
whose concentrations are pH-dependent, exhibit different catalytic
Figure 10. Steady-state concentrations of hypochlorous acid and hypochlo-
rite, C(HClO + ClO−), as a function of solution pH for different concen-
trations of chromium(VI), C(Na2Cr2O7) (curves showing the calculated val-
ues) (Equation 31, and symbols representing the experimental results):(–––)
and ● · · 0.00378 mol dm−3Na2Cr2O7; (−−·−−) and  · · 0.011357 mol
dm−3Na2Cr2O7; (· ·−−) and  · · 0.01895 mol dm−3Na2Cr2O7; and (· · ·)
and  · · 0.02650 mol dm−3 Na2Cr2O7 (C(NaCl) = 110 g dm−3; C(NaClO3)
= 540 g dm−3, t = 70◦C).
effects. The established catalysis model indicates that disproportion-
ation in the presence of chromium(VI) is a third-order reaction with
respect to hypochlorous acid and hypochlorite, and a first-order reac-
tion with respect to the chromium(VI) species. Based on the proposed
catalysis model, it can be assumed that the chromium(VI) species
(Cr2O72−, CrO42−and HCrO4−) most likely do not change the se-
quence of elementary reactions in the disproportionation mechanism,
but only lower the activation energy of the rate-determining step
through interaction with its reactants. Probably as the result of the
interaction, chromium(VI) species increase the Gibbs free energy of
reactants or decrease the Gibbs free energy of products of the slow-
est elementary reaction in the disproportionation reaction mechanism,
thus decreasing the activation energy.
The diagrams in Fig. 10 show a decrease in the catalytic effect
of chromium(VI) with increasing pH of the solution. This decrease
is due to the reduction in the concentration of the catalytically most
reactive species HCrO4− with increasing pH of the solution.
The optimal pH of the solution, in the absence of chromium(VI),
for the maximum rate of disproportionation, is 6.4. At this pH, the mole
ratio of hypochlorous acid to hypochlorite is 2:1, which, in accordance
with Equation 18, ensures the maximum rate of disproportionation.
In the presence of chromium(VI), as its concentration increases, the
optimum pH is shifted to lower pH values (curve A – B, Fig. 10).
This occurs due to two effects: a) the increase in chromium(VI) con-
centration and the increase in solution acidity cause an increase in the
concentration of the catalytically most active species HCrO4−, thus
inducing a higher rate of disproportionation, and b) the decrease in
pH, at pH<6.4, increases the ratio of hypochlorous acid to hypochlo-
rite above 2:1, thus decreasing the rate of disproportionation. These
two opposite effects cause a shift in the optimum pH to lower values
with increasing concentration of chromium(VI), which is consistent
with Equation 31.
Knowledge of the mechanism by which chromium(VI) affects
different reactions in the electrolytic manufacture of chlorate ensures
the optimization of the production process.
Conclusions
In the solution for the electrolytic production of chlorate,
chromium(VI) catalyzes the disproportionation of hypochlorous acid
 
Table III. The content of O2 in the gas leaving the cell and anodic current efficiency for chlorate production, ŋ, for different concentrations of
chromium(VI), C(Na2Cr2O7) and pH values of the solution (C(NaCl) = 110 g dm−3; C(NaClO3) = 540 g dm−3, t = 70◦C).
pH 5.8 6.0 6.2 6.4 6.6 6.8 7.0 7.2
C(Na2Cr2O7) mol dm−3 0.00378
η 0.924 0.926 0.930 0.930 0.930 0.926 0.915 0.89
C(Na2Cr2O7) mol dm−3 0.011357
η 0.938 0.940 0.950 0.946 0.940 0.930 0.924 0.900
C(Na2Cr2O7) mol dm−3 0.01895
η 0.950 0.953 0.954 0.950 0.946 0.940 0.930 0.910
C(Na2Cr2O7) mol dm−3 0.02650
η 0.952 0.956 0.960 0.957 0.950 0.946 0.936 0.920
Table IV. Steady-state concentrations of hypochlorous acid and hypochlorite, C(HClO + ClO−), obtained experimentally and calculated by
Equation 31, for different chromium(VI) concentrations and solution pH values.
C(Na2Cr2O7) mol dm−3 0.00378
C(HClO+ClO−) mol dm−3 Eq. 31 0.0419 0.0395 0.0383 0.0383 0.0398 0.0434 0.0496 0.0588
C(HClO+ClO−) mol dm−3 exper. 0.0430 0.0415 0.0390 0.0390 0.0400 0.0430 0.0480 0.0580
C(Na2Cr2O7) mol dm−3 0.011357
C(HClO+ClO−) mol dm−3 Eq. 31 0.0346 0.0328 0.0321 0.0324 0.0341 0.0375 0.0431 0.0514
C(HClO+ClO−) mol dm−3 exper. 0.0340 0.0330 0.0320 0.0325 0.0340 0.0380 0.0440 0.0520
C(Na2Cr2O7) mol dm−3 0.01895
C(HClO+ClO−) mol dm−3 Eq. 31 0.0312 0.0295 0.0287 0.0291 0.0307 0.0339 0.0391 0.0469
C(HClO+ClO−) mol dm−3 exper. 0.0310 0.0300 0.0285 0.0285 0.0310 0.0335 0.0385 0.0470
C(Na2Cr2O7) mol dm−3 0.02650
C(HClO+ClO−) mol dm−3 Eq. 31 0.0291 0.0273 0.0266 0.0269 0.0284 0.0314 0.0363 0.0435
C(HClO+ClO−) mol dm−3 exper. 0.0285 0.0270 0.0265 0.0265 0.0290 0.0310 0.0360 0.0440
and hypochlorite, thus increasing the anodic current efficiency for
chlorate production. The catalytic effect increases as chromium(VI)
concentration and solution acidity increase. The species Cr2O72−,
CrO42−and HCrO4− coexist in the chromium(VI) solution. As the
pH of the solution decreases, the concentration of Cr2O72− and
HCrO4− ions increases and that of CrO42− ions decreases. In the
absence of chromium(VI), disproportionation is a third-order reac-
tion with respect to hypochlorous acid and hypochlorite. In the pres-
ence of chromium(VI), the reaction is both a third-order reaction
with respect to hypochlorous acid and hypochlorite, and a first-order
reaction with respect to the chromium(VI) species: Cr2O72−, HCrO4−
and CrO42−. The highest catalytic activity is exhibited by HCrO4−
ions. Most likely, the chromium(VI) species do not change the se-
quence of elementary reactions in the disproportionation mechanism
but only speed up the rate-determining step through interaction with
reactants or intermediates. As chromium(VI) concentration increases,
the optimum pH of the disproportionation reaction is shifted to an acid
environment. This is due to an increase in the concentration of the cat-
alytically most active species HCrO4− with increasing chromium(VI)
concentration and solution acidity. Based on the experimental results
and theoretical considerations, a mathematical model of the catalytic
effect of chromium(VI) on the disproportionation of hypochlorous
acid and hypochlorite into chlorate was set up. Good agreement was
obtained between the theoretical and experimental values.
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38. L. Nylén and A. Cornell, J. Appl. Electrochem., 39(1), 71 (2009).
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